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The energy, E^, of the charge-transfer transition of tropylium 
bromide (an ionic charge-transfer complex) has been shown to be very 
sensitive to variations in temperature and/or the particular solvent 
system (methylene chloride, chloroform and methylene bromide) used 
in this investigation. There was a shift in the absorption band to 
lower energy (longer wavelength) with increasing temperature. There 
was a sudden, rapid, reversible, and reproducible growth in absorption 
patterns above 30°. Due to the reversibility of this absorption 
region, X 340 nm to 290 nm, it appears that the formation of this 
max 
new species is not the result of an irreversible chemical reaction, 
but rather an equilibrium of some kind. Three possible mechanisms 
are proposed which could have led to the formation of the new species: 
(1) ion clusters or triple ions, (2) the fact that contact ion pairs 
have been known to form two different geometries and (3) solvent 
separated ion pairs vs. contact ion pairs. No one mechanism is truly 
supported by the evidence presented here. 
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INTRODUCTION 
The energy, E^, of the charge-transfer transition in a number 
of ionic charge-transfer complexes has been shown to be very solvent 
sensitive. Kosower^ looked at the donor-acceptor transition of 
four 1-alkylpyridinium iodides in a wide variety of solvents and 
proposed the 2 value scale of solvent polarity as the transition 
energy in kilocalories/mole for the longest wavelength absorption 
band observed for l-ethyl-4-carbomethoxypyridinium iodide in a given 
solvent. The energies vary over the range of 50 to 100 kilocalories/ 
mole in going from nonpolar to highly polar solvents. Kosower 
offered the accepted qualitative model involving stabilization of the 
large ground state ion-pair dipole by the preferential orientation 
of solvent molecules and destabilization of the Franck-Condon state 
of the free radical pair, equation (1), with its small dipole situated 
in a cavity where the solvent molecules have not had time to reorient 
2 
to the new reaction field. 
D~ A+  > D- , A- 
D = Donor (1) 
A = Acceptor 
Another good example of this type of phenomena is thought to 
occur in the tropylium iodide system. Tropylium iodide (I) absorbs 
light in the visible region of the spectrum at a wavelength which is 
strongly dependent on the nature of the solvent (e.g., X = 346 nm 
in water and 572 nm in methylene chloride). Excitation is thought to 
1 
2 
occur to an excited state resembling the structure (II) in which an 




This type of process is termed charge-transfer. Values of the 
excitation energy (E^) in a variety of solvents are recorded in Table 1. 
Table 1. Values of E (kcal/mole) for Tropylium Iodide at 25°. 
1 
Solvent ECT Solvent ECT 
Water 82.7 Acetonitrile 58.3 
Methanol 70.9 Acetone 53.0 
Ethanol 66.6 Methylene Chloride 50.0 
Isopropyl Alcohol 64.5 
* Taken from D. Bethell and Y. Gold "Carbonium Ions, An Introduction," 
Academic Press Inc., (London) L.T.D. New York, N.Y., 1967 pp. 144 
Kosower's model of ionic solute-solvent interaction shows a lack 
of quantitation. The temperature and solvent shifts of E of ion pair 
charge-transfer bands are large and evidently depend on the magnitude 
of the dipole moment of the ion pair and the polarity properties of 
the solvent. Tropylium halides which give effects similar to those 
of 1-alkylpyridinium iodide, are relatively simple symmetrical charge- 
transfer complexes in which the significant properties of the compo- 
3 
nents are known. They may thus provide a good system for theoretical 
studies on solvent shifts of ionic charge-transfer systems. 
A second method of looking at solvent effects which involves 
fewer parameters is to study the effect of temperature of in a 
2 
given solvent. Temperature would be expected to affect the association 
constant in two conflicting ways. First, an increase in temperature 
will increase the thermal energy of the ions and tend to enhance 
dissociation of any complexes in solution. This would tend to 
reduce the association constant. Second, the dielectric constant of 
a solvent is a decreasing function of the temperature. As the temp¬ 
erature is increased, the dielectric constant, e, decreases, and 
the electrostatic attraction, F, between the oppositely charged 
2 2 
tropylium cation and halide anion given by F = e /ea , increases 
4 
where a is the cation-anion separation. It can be shown theoretically 
that the two effects nearly cancel each other so that the association 
constant, K^, is nearly constant for the ion-pair with change in 
temperature. Ray, in his studies with ethylpyridinium bromide in 
water-ethylene glycol mixtures over a temperature range of 20®, found 
that the association constant remained nearly constant and attributed 
this to the counter-balancing effects of increased thermal energy and 
increased electrostatic attraction. The observed temperature effect 
can be explained largely in terms of the decrease in the polarity of 
the bulk medium at the higher temperature. Ray explained the blue 
shifts which appeared in the pyridinium iodide charge-transfer band 
on cooling, to be due to an increase in the dielectric constant of the 
medium at the lower temperature.^ 
4 
Dimroth, Ruickhoff, and Schweig^ looked at the intramolecular 
charge-transfer spectra of several pyridinium N-phenol betaines over 
the temperature range 25° to 75° in a variety of solvents. Plots of E 
L/ J. 
versus T ^ are linear with slopes in the range -8.1 x 10^ cm ^-K to 
-21.4 x 10^ cm '''•K. The slopes do not vary in any clear or systema¬ 
tic way with E^T in going from solvent to solvent. 
Brinen ^t. al., looked at the temperature shifts of E^ in 1- 
alkylpyridinium iodides and bromides 7 The data for 1-methylpyridinium 
iodide in methylene chloride between -80° and 25° gives a slope of 
about -10.4 x 10*> cm ^"*K. ^ 
2 8 5 “1 
Estesen and Cummings ’ found a slope of -18.4 x 10 cm *K for 
tropylium bromide in the same solvent in the range of -50° to 27°. For 
these systems it appears that the energy of the charge-transfer 
maximum decreases linearly as the temperature increases. From the 
data it was calculated that dE /dT = -0.059 kcal/mole-0. This was 
L» i. 
the same value obtained by Brinen e_t. al. , for pyridine methiodide 
in methylene chloride in the temperature range -80° to 25°. Estesen 
observed a decrease in wavelength with added tetraalkylammonium 
bromides which indicated that addition of a salt does increase the 
solvating power or the polarity of the solvent. There also was a 
lack of observable shift upon dilution of the tropylium bromide by 
a factor of 100. Whether the effects of the added tetraalkylammonium 
bromide is simply a salt effect or an equilibrium effect was not 
determined. 
4 
Norton performed temperature studies on the chemical shifts, 5, 
of the equivalent protons in the tropylium ion, in tropylium 
5 
bromide and tetrafluoroborate in methylene chloride for the tempera¬ 
ture range -40° to 40°. Norton observed no shift with temperature 
of the tropylium tetrafluoroborate peak in methylene chloride or 
acetonitrile. The 5 for C L+ for the fluoroborate salts was about 
n / / 
9.34 in acetonitrile at room temperature and in methylene chloride 
from -40° to 40°. Tropylium tetrafluoroborate is expected to be 
fully ion-paired in methylene chloride. The chemical shift, in ppm, 
for tropylium bromide in acetonitrile was 9.34. In methylene chloride, 
however, the chemical shift decreases slowly and nearly linearly 
from 9.7 at -40° to 9.3 at 30°, and then decreases more rapidly to 
8.9 between 30® and 40®. Addition of tetraalkylammonium bromide 
salts to solutions of tropylium bromide in methylene chloride causes 
an upfield chemical shift linear in added salt concentration within 
experimental error.^ 
The scope of this investigation was to study the effect of 
temperature on the charge transfer absorption band of tropylium 
bromide in methylene chloride at temperatures above 30®. This was 
a continuation of previous work performed by Norton which reported 
evidence for the possible development of a new species, using nuclear 
magnetic resonance in the temperature range between 30® and 40® and 
Estesen's work, using an ultraviolet-visible spectrophotometer that 
studied the lower temperature region, -50® to 30®, for the same 
solvent system. 
Upon finding evidence that there was indeed a new species being 
formed at temperatures above 30®, different solvents (methylene bromide 




The temperature variations, ranging from -40° to 60° were 
on the solvent system used. 
EXPERIMENTAL 
Ultraviolet and visible spectra were recorded on a Cary-17 
Spectrophotometer using methylene chloride, methylene bromide and 
chloroform as solvents. Solvent against solvent runs were performed 
prior to all spectral runs to establish the baseline. The baseline 
was started at zero absorbance and any deviation from this was 
corrected for by taking the number of absorbance units of the peak 
minus any deviation from the baseline scan. The spectral solutions 
were all run in a 1 cm Beckman high pressure and temperature cuvette. 
To do the variable temperature work, a Beckman Variable Temperature 
cell was used. 
The accessory consists of an outer jacket and a refrigerant 
vessel. The outer jacket is constructed of nickel and fitted with 
detachable silica windows sealed over silicone elastomer gaskets. 
To prevent condensation of moisture from the atmosphere, the windows 
were kept slightly above ambient temperature by a pair of window 
heaters. Current to the heaters was supplied by an external 12-volt 
a.c. or d.c. power supply. To minimize heat transfer by radiation, 
a reflective radiation shield was provided between the jacket and 
the cell holder. 
The stainless-steel refrigerant vessel, which fits inside the 
outer jacket, provided a container for the solid CO^ cooling agent. 
The top of the vessel has a vacuum connection, cell heater connections, 
and a port for thermocouples. The cell holder, attached to the bottom 
7 
8 
of the refrigerant vessel, has two external heaters for heating the 
sample. Current to the cell holder was controlled automatically. The 
1 cm Beckman high pressure and temperature cuvette was contained 
within the sample cell holder. 
Preparation of Tropylium Bromide: The method used was that of 
9 
Dauben et. al. Triphenylmethyl bromide crystals were dried at 
100° in an oven for 2 hr, removed and ground to a powder, and placed 
back into the oven for 24 hr. The dried powder (3.32g, 10.7 mm 
was placed in a thoroughly dried three neck, 250 ml flask which 
had been purged with nitrogen. Then to the triphenylmethyl bromide 
40 ml of methylene chloride was added. The methylene chloride had 
been freshly distilled over phosphorous pentoxide, collected over 
molecular sieve and purged with nitrogen. The solution was pale 
yellow upon dissolving the triphenylmethyl bromide. The flask was 
placed in a Dewar which contained dry ice-acetone, and upon cooling 
the solution was saturated with sulfur dioxide gas. Upon saturation 
1.5 ml of cycloheptatriene was injected through a rubber septum 
with a syringe, and the solution became greenish-orange. The solu¬ 
tion was allowed to stand for 20 min in the dry ice-acetone bath. 
After the 20 min, a drying tube was connected to one of the necks 
and a warm water bath was placed under the flask for 2 hr. After 
2 hr a few finely divided crystals had appeared at the bottom of the 
flask. Anhydrous ether was then added and yellow crystals precipi¬ 
tated to the bottom of the flask. These crystals were filtered and 
washed (3x25 ml) with ether and then dried _in vacuo. The crystals 
were then sublimed prior to spectroscopic analysis. 
9 
Preparation of Tropylium Iodide: The method used was a simpli- 
4 
fication of that of Norton. Approximately 15 ml of a saturated 
solution of sodium iodide in acetonitrile was placed in a fitted- 
filtration apparatus. Tropylium tetrafluoroborate was added to the 
solution until precipitation stopped. The precipitate, while being 
purged with nitrogen, was suction filtered and dried. 
Preparation of Tropylium Tetrafluoroborate: The tropylium tetra- 
9 
fluoroborate was prepared by the in situ technique of Dauben et_. al. 
The product was crystallized by dissolving it in hot acetonitrile, 
decolorized with charcoal and filtered, and acetic anhydride added 
until the hot solution was saturated. A good crop of large crystals 
was produced by cooling the solution in an ice bath. The crystals 
were collected on filter paper, washed with ether and dried In vacuo. 
Preparation of Spectral Solutions of Tropylium Bromide in 
Methylene Chloride: During the sublimation of tropylium bromide it 
was necessary to purge the sublimation apparatus with nitrogen to 
avoid any decomposition of the tropylium bromide. Connected to the 
sublimation apparatus was a 50 ml flask containing 20 ml of methylene 
chloride. The sublimed tropylium bromide crystals, while being con¬ 
tinuously purged with nitrogen, were allowed to fall into the 50 ml 
flask. The solution was then adjusted, if needed, to the desired 
spectrophotometric concentration with additional methylene chloride. 
The chloroform and methylene bromide spectral solutions were prepared 
in a similar manner. 
To prepare spectral solutions of tropylium halides an inert 
atmosphere was necessary. All work was contained within a nitrogen 
10 
filled glove bag. Minimal exposure to oxygen and light caused 
decomposition of tropylium iodide, to what was thought to be 
triiodide. A few of the tropylium iodide crystals were placed 
in 20 ml of solvent and then adjusted to spectrophotometric 
concentration if needed. 
RESULTS AND DISCUSSION 
The energy change with solvent and temperature of the charge- 
transfer band was determined from X of the band. The values 
max 
for each temperature in the given solvents are shown in Tables 2, 3 and 4. 
The charge-transfer peak is broad and flat which made it 
difficult to assign the values exactly for the maximum wavelength. 
The method of midpoint near the peak was used when the simple method 
of observing peak maximum absorbance was not adequate. With this 
method the uncertainty is still in order of ± 2 am (Fig. 1-9). 
For the three solvent systems and temperature range covered, 
the energy of the charge-transfer absorption maximum decreases 
linearly with temperature. For tropylium bromide in methylene 
chloride, chloroform and methylene bromide, dE^/dT = -0.077 kcal/mole-K, 
-0.050 kcal/mole-K and -0.060 kcal/mole-K, respectively (Fig. 10-12). 
g 
This is over a temperature range from -40° to +60°. Estesen obtained 
a value of -0.059 kcal/mole-K from his studies of tropylium bromide 
in methylene chloride over a temperature range of -50° to 35°, which 
agreed exactly with the value obtained by Brinen et. _al.J in their 
studies of pyridine methiodide in methylene chloride in the temperature 
range -80° to 25°. 
A preliminary study of tropylium iodide in methylene chloride 
at ^ 30° showed two peaks thought to be charge-transfer absorption bands 
with X 569 nm and 370 nm. Harmon and Cummings, ejt. al^. reported 
11 
12 
Table 2. The Energy and Absorbance Variations of the Charge-Transfer 







Absorbance (CM-1) KJ/Mole Kcal/Mole 
-60 359 0.814 27,860 3.33xl02 79.76 
-50 365 0.820 27,400 3.28xl02 78.45 
-40 369 0.829 27,100 3.24xl02 77.60 
-30 373 0.855 26,810 3.21xl02 76.77 
-20 376 0.875 26,600 3.19xl02 76.16 
-10 380 0.882 26,320 3.15xl02 75.36 
0 384 0.889 26,110 3.12xl02 74.57 
10 391 0.938 25,580 3.07xl02 73.24 
20 394 0.967 25,380 3.04xl02 72.68 
30 398 0.989 25,130 3.OlxlO2 71.95 
40 402 1.000 24,940 2.98xl02 71.23 
50 404 0.980 24,750 2.96xl02 70.88 
60 407 0.938 24,570 2.94xl02 70.36 
13 
Table 3. The Energy and Absorbance Variation of the Charge-Transfer 







Absorbance (CM-1) KJ/Mole Kcal/Mole 
-30 379 0.909 26,390 3.16xl02 75.55 
-10 386 0.969 25,910 3.llxlO2 74.18 
10 390 1.000 25,640 3.07xl02 73.42 
30 393 0.972 25,450 3.05xl02 72.86 
40 397 0.934 25,190 3.02xl02 72.13 
50 399 0.865 24,060 3.OOxlO2 71.77 
60 402 0.823 24,880 2.98xl02 71.23 
14 
Table 4. The Energy of the Charge-Transfer Absorption with Temperature 







Absorbance (CM-1) KJ/Mole Kcal/Mole 
-30 385 - 25,970 3.12xl02 74.38 
-20 388 - 25,770 3.09xl02 73.80 
-10 394 - 25,380 3.04xl02 72.68 
10 400 - 25,000 3-OOxlO2 71.59 
20 403 0.779 24,810 2.97xl02 71.05 
30 405 0.973 24,690 2.96xl02 70.70 
40 410 1.000 24,390 2.92xl02 69.84 
50 412 0.963 24,270 2.91xl02 69.50 
60 414 0.908 24,150 2.90xl02 69.17 
70 416 0.849 24,040 2.88xl02 68.83 
80 418 0.787 23,920 2.87xl0
2 68.50 
15 
Fig. 1 Ultraviolet-Visible Spectrum of Tropylium Bromide in 
Methylene Chloride in the Temperature Range 20° to 70°. 
16 
Fig. 2 Ultraviolet-Visible Spectrum of Tropylium Bromide in 
Methylene Chloride in the Temperature Range -30° to 40°. 
17 
Fig. 3 Ultraviolet-Visible Spectrum of Tropylium Bromide in 
Methylene Chloride in the Temperature Range -20° to 32° 
18 
Fig- 4 Ultraviolet-Visible Spectrum of Tropylium Bromide in 
Methylene Chloride in the Temperature Range 50° to 80°. 
19 
Fig. 5 Ultraviolet-Visible Spectrum of Tropylium Bromide in 
Chloroform in the Temperature Range -30° to v29°-30°. 
20 
Fig. 6 Ultraviolet-Visible Spectrum of Tropylium Bromide in 
Chloroform in the Temperature Range 10° to 40°. 
21 
Fig. 7 Ultraviolet-Visible Spectrum of Tropylium Bromide in 
Chloroform in the Temperature Range 50° - Back to 30°. 
22 
Fig. 8 Ultraviolet-Visible Spectrum of Tropylium Bromide in 
Methylene Bromide in the Temperature Range 30° to 50°. 
23 
mLi Ultraviolet-Visible Spectrum in Tropylium 3romide in 


















Fig. 10 The Relationship between Electronic Absorption Energy and 


















Fig. 11 The Relationship between Electronic Absorption Energy and 


















Fig. 12 The Relationship between Electronic Absorption Energy and 
Temperature for Tropylium Bromide in Methylene Bromide. 
27 
X 575 and 422 nm, at room temperature v 27. Due to rapid 
max 
decomposition of the spectral solution upon exposure to and H^O, 
a detailed analysis was curtailed by formation of triiodide, which 
overlapped into the charge-transfer absorption region. However, in 
a brief study, the charge-transfer absorption peak, using only the 
longest wavelength peak for this study, moved from X 502 nm at 
-50° to 579 nm at 60°. This gives a calculated value of dE^/dT = 
-0.069 kcal/mole-0, obtained from the slope of Figure 13. 
In Table 5, the inverse proportionality between temperature 
and dielectric constant, e, in the three solvent systems used is 
presented. In Figure 14, the plot of X vs. e shows that there 
max — 
is a similar behavior of X with change in e for methylene 
chloride and methylene bromide. This is not the case for chloroform 
where dX/de is similar but where the line is shifted to shorter 
wavelengths for given e. Chloroform is known to hydrogen bond, which 
provides a specific interaction between solute and solvent. In protic 
solvents, hydrogen bonding of solute to solvent may produce anomalous 
shifts giving deviations from the predictions of dielectric theory. 
The shift appears at higher energy (lower wavelength) than expected 
because of the significant lowering of the energy of the ground state 
by the increased solvation of the bromide ion which enhances its 
stability. 
The observed absorption coefficient at X was not constant 
max 
with change in temperature. It increased to a maximum and then decreased 
with increasing temperature in each solvent used. The greatest absor¬ 




Fig. 13 The Relationship between Electronic Absorption Energy and 
Temperature for Tropylium Iodide in Methylene Chloride. 
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-60 - - 6.51 
-50 10.85 12.59 - 
-40 10.23 11.94 5.97 
-30 9.66 11.34 0 
-20 9.14 10.79 5.51 
-10 8.65 10.29 5.40 
0 8.20 9.81 5.19 
10 7.78 9.38 4.99 
20 7.39 8.97 4.81 
30 7.03 8.59 4.64 
40 6.68 8.23 4.47 
50 6.36 7.90 4.31 
60 6.06 7.59 - 




Fig. 14 The Relationship between Dielectric Constant and A max for 
Methylene Bromide, Chloroform and Methylene Chloride. ©^H^Cl^, x = 
CH0Br2, A=CHC13. 
31 
e were scaled accordingly. From Tables 2, 3, and 4, it can be 
max 
seen that tropylium bromide exhibited maximum absorbance in the 
charge-transfer band at 40° in methylene chloride (Fig. 1), 10^ in 
chloroform (Fig. 6), and at 40° in methylene bromide (Fig.8). The 
reversible decrease in absorption at X at higher temperature 
g 
confirms the preliminary results of Estesen. The change in the 
observed absorption coefficient, e max> with temperature may reflect 
either a change in actual £ and/or a change in concentration. 
max 
There is not enough experimental evidence to unravel this at this 
point. 
Continuing the scan through the visible and into the near ultra- 
biolet (X between 330 nm to 290 nm), shows a sudden, rapid and 
reversible growth in the absorption pattern between 30° and 60° in 
methylene chloride (Fig. 1 and 2). Below 30° the spectra changes 
very little. The reversibilities of the growth in the 340-290 nm 
region was reproducible. It appears that due to the reversibilities 
of these bands the new species does not form as a result of an irrever¬ 
sible chemical reaction. 
Harmon^ studied the effect of minute quantities of water in the 
spectral solution of tropylium bromide in methylene chloride and 
reported hydroxytropylium as a product of decomposition, which absorbs 
in the same region as the shoulder at X 312. The presence of this 
max 
peak was minimized by using extreme precaution in preparing the spectral 
solution. This was done by drying the 1 cm cells in the oven at 130° 
for a minimum of five hr, preparing spectral solutions in an inert 
atmosphere, and stoppering the cell immediately after preparation. 
32 
Harmon corrected the product of decomposition by subtracting out the 
region which he felt was due to it.^ However, this was not used here 
because the decomposition was minimal, and appeared to have no influence 
on the regions of interest. 
The region between A 285 nm and 235 nm is consistent with the 
max 
formation of a new species by the concept of solvent separated ion- 
pairs. The tropylium ion peak, A 273 decreases with increasing 
temperature. There is also a decrease in the valley absorption, A ^ 
250 (Fig. 1 and 2). 
Three possible explanations have been suggested as the possible 
cause of the observed changes in absorbance at A of the charge- 
max 
transfer band and for the growth of a new band with an increase in 
temperature. 
Theory suggests the probability of ion clusters, in the dielectric 
constant range studied here. 
Tr+ Br Tr+ ^Tr+ + TrBr 





K = [TrBr] fBr~1 
[TrBr2‘] 
This seems reasonable since tropylium bromide has a dipole whereas a 
positive ion could be attracted to the negative end of the dipole 
and/or a negative ion could be attracted to the positive end. However, 
g 
Estesen concluded that e of the charge-transfer band does not 
max 
change upon 100-fold dilution. This is consistent with the above 
equilibrium only if the ion-pair and triple ions have similar charge- 
33 
transfer spectra. He also observed that adding excess bromide ion 
does not change e at a given temperature, indicating that at 
equilibrium most of the tropylium is already paired. This suggests 
that the changes observed are probably not due to an equilibrium of 
this sort. 
The second way of attempting to explain the observed changes is 
the formation of two types of ion-pairs. Ionic species are known to 
associate into two types of ion pairs in low dielectric constant 
solvents. The two types are contact (or intimate) ion pairs which 
are peripherically solvated, and solvent-separated ion pairs. ^ 
Changes in transitions localized on one of the ions are well known 
as one goes from a solvent-separated to an intimate ion pair and are 
in the direction observed here for the new peak as compared to the 
charge-transfer peak. However, we do not know of a single case of 
a charge-transfer band in a solvent-separated ion pair and did not 
observe a clear shift of this band with temperature within experi¬ 
mental error. 
The third possible explanation is the fact that there appears to 
be two geometric arrangements between contact or tight ion pairs. 
12 
Szwarc and his coworkers, using Electron Paramagnetic Resonance 
studies, found evidence for the existence of rapid equilibria 
between two different tight ion pairs (sodium napthalenide and 
anthracenide). One might propose the geometries as shown in equation 
(2) as possible for the tropylium system.. 
34 
_o ,  
  ^  3 (2) 
Due to the different geometries of the contact ion pairs it would 
suggest that they would have different symmetry properties thus 
leading to two distinctly different spectral absorptions. However, 
the symmetry question has not been investigated here. 
CONCLUSION 
The variations of X with temperature and solvent further 
max 
supports the concept of the ground state of the ion-pair being more 
stabilized by solvent systems of higher dielectric constant than the 
excited state. With the decrease in temperature, the hypsochromic 
shift of the charge-transfer peak seems to be a phenomenon common 
to charge-transfer species whose dipole moments decrease or change 
direction upon excitation. 
Three mechanisms have been considered which could have led to 
the formation of the new entity at temperatures greater than 30° as 
shown in equations (3), (4) and (5). 
Tr , Br + Br Br Tr Br 






Further support of the formation of a new entity at temperatures 
greater than 30° is provided by the fact that Norton noticed a rapid 
shift between 30° (6 9.3) and 40° (6 8.9).^ 
Estesen found that the energy of the charge-transfer band increased 
g 
with added tetraalkylammonium bromide. This has the same effect as 
decreasing the temperature on the charge-transfer absorption peak. 
An increase in dielectric constant, e, upon addition of Br should 




From the experimental observations reported here, we have not 
determined the true nature of the new peak. However, it appears 
that more than one equilibrium is required. Future investigative 
research should include the use of Br, C, and H nuclear magnetic 
resonance for studies, particularly above 40°. 
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